Introduction
In the past, many synthesis methods of nanoparticles have been reported, but the synthesis processes have not been well discussed from the viewpoint of thermodynamics. In this chapter, a general concept using potential-pH diagrams is described for oxidation-state control of nanoparticles synthesized via chemical reduction (also called electroless deposition or liquid-phase reduction). By comparing kinetically determined mixed potential measured in reaction solution and thermodynamically drawn potential diagrams, e.g., potential-pH diagram, it is possible to know "what chemical species is stable in the reaction solution?." It is predicted from potential-pH diagrams that nanoparticles in different oxidation states can be selectively synthesized by controlling the mixed potential. This concept is verified by selectively synthesizing Cu and Cu 2 O nanoparticles from CuO aqueous suspension via chemical reduction using the concept as an example. The advantage of this chemical reduction method is that abundant nanoparticles can be obtained for a short time by a simple operation. An extremely small activity of Cu 2+ aquo ion is achieved by using insoluble CuO powder as a Cu(II) ionic source, which is a key for the synthesis of nanosized particles. The dependency of mixed potential on pH and temperature is discussed in the verification process. This chapter is written based on the result of the authors' paper (Yagi et al., 2009 ) with further detailed information on practical thermodynamic calculation and drawing procedure of potential-pH diagrams.
Brief overview of objective materials and their synthesis 2.1 Copper (Cu) nanoparticles
Copper (Cu) nanoparticles are of great interest in various fields, specifically that of printable electronics. Cu interconnects less than 20 m wide can be made with a high resolution screen printer or a super inkjet printer using an ink which contains dense Cu nanoparticles. Cu nanoparticles have been synthesized by various reduction processes from cuprous (Cu(I)) or cupric (Cu(II)) compounds, including direct electrochemical reduction (Han et al., 2006; L. Huang et al., 2006; Yu et al., 2007) , chemical reduction Lisiecki et al., 1996; H. H. Huang et al., 1997; Qi et al., 1997; Ohde et al., 2001) , thermal reduction (Dhas et al., 1998) , sonochemical reduction (Dhas et al., 1998; Kumar et al., 2001) , laser irradiation (Yeh et al., 1999) , and gamma radiolysis (Joshi et al., 1998) . Many of these methods are conducted in liquid phase, which has the important advantage that nanoparticles can be formed in the presence of dispersing agents and no additional process for the addition of dispersing agents is required for the fabrication of inks to avoid the agglomeration. In recent years, Cu nanoparticle also has drawn a lot of attention due to its novel optical properties from surface plasmon resonance (SPR), which occurs when a light electromagnetic field drives the collective oscillation of free electrons in Cu nanoparticles (J. Li et al., 2011) . This resonance creates large local electric field enhancement on the nanoparticle surface, which can be used to manipulate light-matter interactions and boost non-linear phenomena. The SPR of Cu nanoparticles is observed at 560-580 nm, which is slightly changed by a medium and a dispersing/protecting agent (Singh et al., 2010; X.D. Zhang et al., 2011) , and Pileni and Lisiecki demonstrated the strong broadening of the plasmon peak for Cu nanoparticles with decreasing the particle size . In addition, Cu nanoparticles display fluorescence. Siwach and Sen reported fluorescence peaks at ca. 296 nm for excitation wavelength at 213 nm and 270 nm using Cu nanoparticles about 13 nm in diameter in water (Siwach & Sen, 2010) .
Cuprous oxide (Cu 2 O) nanoparticles
Cuprous oxide (Cu 2 O) is a p-type semiconductor (Young & Schwartz, 1969) with unique optical and magnetic properties (Mahajan et al., 2009 ) and is also a promising material with potential applications in solar energy conversion, microelectronics, magnetic storage, catalysis, photocatalysis (Gu et al., 2010) , and gas sensing . Cu 2 O is also used for the investigation into Bose-Einstein condensation of excitons (Snoke, 2002) . Many methods have been reported to synthesize Cu 2 O nanoparticles Muramatsu & Sugimoto, 1997; X. Liu et al., 2007) , nanocubes (Gou & Murphy, 2003; R. Liu et al., 2003) , octahedral nanocages (Lu et al., 2005) , nanorods (Cheng et al., 2011) , and nanowires (Wang et al, 2002) . For example, Muramatsu and Sugimoto reported that Cu 2 O particles with an average diameter of 270 nm were synthesized in large quantities from a CuO aqueous suspension using hydrazine as the reducing agent (Muramatsu & Sugimoto, 1997) . Liu et al. formed CuO, Cu 2 O, and Cu nanoparticles using copper(II) acetylacetonate [Cu(acac) 2 ] as a precursor in oleylamine by controlling temperature (Liu et al., 2007) . It is noteworthy that nanoparticles of transition-metal oxides including Cu 2 O and CuO are also expected as a negative electrode material with a high specific capacity and extraordinary large surface area for lithium ion battery (Poizot et al., 2000) . The cycle property of Cu 2 O nanoparticles is strongly dependent on the particle size, shape, and structure; there is an optimum condition, displaying the highest electrochemical performance (C.Q. Zhang et al., 2007) . In the next section, a general guideline is introduced for the selective synthesis of Cu and Cu 2 O nanoparticles possessing superior properties described above from the same CuO aqueous suspension. reduction of metallic ion, reduction of dissolved oxygen, and solvent reduction decomposition). The potential at a point is determined at the value where the total of anodic currents I a,total (currents for oxidation reaction) balances the total of cathodic currents I c,total (currents for oxidation reaction) unless current flows outside (Fig. 1) 
Theory for oxidation
In practice, the "absolute" mixed potential cannot be measured because of the following experimental reason (Bockris et al., 2000) . When one tries to measure the mixed potential using potentiometers, two metallic terminals of the potentiometers must be connected to the two electrodes immersed in the reaction solution (electrolyte). In this case, all one can measure is the potential "difference" across the two electrode/electrolyte interfaces. Each electrode/electrolyte interface has a potential difference due to a double layer between the electrode and electrolyte, and thus, the measured potential difference includes at least two potential differences at different interfaces. In other words, when one tries to measure one potential difference, one must create at least one additional potential difference. This is not favorable, but inevitable. However, by using a nonpolarizable electrode as one electrode, the measured potential difference directly reflects the change in the potential difference of the other electrode/electrolyte interface because the potential difference of the nonpolarizable electrode/electrolyte interface does not change. Therefore, the measured potential difference can be treated as the "relative" mixed potential by using a nonpolarizable electrode as a reference electrode, e.g. standard hydrogen electrode, Ag/AgCl electrode, and saturated calomel electrode. In addition, the other measuring electrode should not have a strong catalytic activity for possible reactions in order not to affect the original balance of anodic currents and cathodic currents so much, which can cause the change in the mixed potential. In the present system, a gold electrode is appropriate as a measuring electrode since gold has a low catalytic activity for hydrazine decomposition or hydrogen generation.
Potential-pH diagram (Pourbaix diagram)
Potential-pH diagram is a kind of phase diagram showing possible stable phases of an electrochemical system in equilibrium. Potential-pH diagram was invented by Marcel Pourbaix (1904 Pourbaix ( -1998 and is also known as Pourbaix diagram (Pourbaix, 1966) . In the potential-pH diagram, the vertical axis is potential normally with respect to the standard hydrogen electrode (SHE) and the horizontal axis is pH(=loga H+ ), where a H+ is the activity of proton. By comparing the potential-pH diagram and the mixed potential described above, it is possible to know the stable or obtainable chemical species in the reaction solution.
How to draw potential-pH diagram
In order to draw potential-pH diagram, it is necessary to determine the activity of ionic species. For example, consider an equilibrium reaction of metallic oxide M x O y and M z+ aquo ion in an aqueous solution as follows;
www.intechopen.com and R is the gas constant. In equilibrium, the change in Gibbs free energy is zero and thus are the changes in enthalpy and entropy that accompanies the formation of 1 mole of a product from its component elements at a temperature T (K) and 1 atm. p C  is the change in specific heat at constant pressure (1 atm). The absolute value of enthalpy H cannot be measured but chemical reaction system is a closed reaction system, and the change in enthalpy can be obtained by just subtracting the sum of the heat of formation, which is measurable, of the components in the left-hand side from that of the components in the right-hand side. Thermodynamic databooks include the list of the standard heat of formation, standard entropy at 298 K, and specific heat (Kubaschewski & Alcock, 1979; Latimer 1959; Stull & Prophet, 1971) . Going back to the equation 12, the activities of water and oxide are both 1, and the equation 12 is simplified into the relationship between pH and the activity of the metallic aquo ion.
Thus, the pH value, at which M x O y and M z+ are in equilibrium, is determined by the activity of the metallic aquo ion. Conversely, the activity of the metallic aquo ion in equilibrium can be determined by measured or maintained pH of a metallic oxide reaction suspension. In the present system, CuO powder is dispersed in the reaction solution. When the pH of the reaction solution is 9 and the temperature is 298 K, the activity of Cu 2+ aquo ion is calculated to be about 7.5 x 10 -11 using the thermodynamic data shown in Table 1 (Criss & Cobble, 1964; Kubaschewski & Alcock, 1979; Latimer 1959; Stull & Prophet, 1971 Table 1 . List of standard heat of formation, entropy at 298 K and 1 atm, and specific heat at constant pressure (1 atm) considered and used for thermodynamic calculation. The units of the original data are converted to match the SI units using the thermochemical calorie, 1 cal th =4.184 J. All the data considered and used for thermodynamic calculation are listed in this table. Only the constant a and coefficients b and c for the specific-heat capacity of hydrazine are estimated by fitting the discrete data of the specific heat capacity of hydrazine in the temperature range from 100 to 600 K. The data of liquid hydrazine N 2 H 4 (l), are used instead of those of hydrated hydrazine N 2 H 4 (aq), because of the lack of the data of N 2 H 4 (aq).
The procedure to draw potential-pH diagram is shown in Fig. 2 . In this system, the equilibrium pH between Cu 2+ aquo ion with the activity of 7.5 x 10 -11 and CuO is 9, which is obvious and can also be checked by substituting the activity of Cu 2+ ions into the equation 14. This equilibrium relationship can be represented by the vertical line 1 (Fig. 2a) . The equilibrium activity of Cu 2+ ions exceeds the determined value (7.5 x 10 -11 ) in the left region of the line 1 and underruns it in the right region. On the other hand, the redox potential of Cu 2+ /Cu redox pair with respect to the standard hydrogen electrode can be determined by considering the electromotive force between the following half-cell reactions: Copper deposition
Hydrogen generation at a standard state (the activities of proton and hydrogen gas are both 1)
The total cell reaction is obtained by subtracting the equation 16 from the equation 15 to erase the electron term.
Cu 2+ + H 2 = Cu + 2H + (17) Fig. 2 . Procedure to draw potential-pH diagram at pH 9 and 298 K in a CuO aqueous suspension. Vertical line indicates the equilibrium relationship of an acid-base reaction and horizontal line indicates that of a redox reaction. Diagonal line indicates an equilibrium relationship of the reaction including both an acid-base reaction and a redox reaction. In this procedure, the equilibrium activities of Cu 2+ aquo ion was set to be 7.5 x 10 -11 considering the following copper species; Cu 2+ , CuO, Cu 2 O, and Cu. Oxyanions of copper, HCuO 2 − and CuO 2 2− , or hydroxyanions of copper, Cu(OH) 3 − and Cu(OH) 4 2− (Beverskog, 1997) , are not considered for simplicity. In order to include such ions, one should consider all the additional possible equilibrium relationships.
The redox potential E T at a temperature T and 1 atm of Cu 2+ /Cu redox pair is calculated using the following Nernst equation T  TT   00  TT   TT  00  P  298  P  298  298  298 1 Tln
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where, n is the number of electrons transferred in the reaction, F is the Faraday constant. Q is the reaction quotient, which is expressed as the following equation 19 for the calculation of the redox potential of Cu 2+ /Cu redox pair considering that the activities of metallic copper, proton and hydrogen gas in the standard hydrogen electrode are all 1:
It should be noted that G T is the "total" Gibbs free energy change, including hydrogen oxidation as in the total cell equation 17. When CuO and Cu 2+ ions are in equilibrium at pH 9 (the activity of Cu 2+ ions is 7.5 x 10 -11 ), the redox potential is calculated to be 0.036 V vs. SHE using the equation 18. This equilibrium relationship is represented by the horizontal line 2 (Fig. 2b) . The region above the line is the stability region of Cu 2+ ions (with a higher oxidation number +II) and the region below the line is the stability region of Cu (with a lower oxidation number 0). Equation 10 is a simple acid-base reaction (proton exchange reaction), and a unique equilibrium pH is determined. Similarly, equation 15 is a simple redox reaction (electron exchange reaction), and a unique equilibrium potential is determined. There is also a combination reaction of an acid-base reaction and a redox reaction (proton and electron exchange reaction). In this case, the equilibrium relationship is expressed also by Nernst equation (equation 18), which provides a relational expression between potential E T and pH. In the present system, equilibrium relationships of Cu 2+ /Cu 2 O, CuO/Cu 2 O, and Cu 2 O/Cu are all categorized as this kind of reaction (proton and electron exchange reaction), corresponding to the diagonal lines 3, 4, and 5 in Fig. 2c , respectively. After all of the possible equilibrium lines are drawn in the diagram, a part of the equilibrium lines are deleted to leave the common stability regions. Figure 2d is a potential-pH diagram drawn by the above procedure. As can be seen from this procedure, potential-pH diagram can be altered by a set of chemical species and conditions considered, e.g. temperature, activity of ions. Therefore, the selection of chemical species in addition to the activity settings is important and should be done according to an intended purpose: for example, dissolution of chemicals, corrosion proof, electrolysis, and electroless deposition. Figure 3 shows potential-pH diagrams drawn at an equilibrium activity of the Cu 2+ aquo ion in the presence of abundant CuO at pH 9 in accordance with the procedure written in the section 3.3. The equilibrium activity of Cu 2+ aquo ion is determined by considering an equilibrium reaction of Cu 2+ and CuO, where the activities of CuO and H + are assigned to 1 and 10 −9 , respectively. The species Cu 2+ , CuO, Cu 2 O, and Cu are only considered, and oxyanions of copper, such as HCuO 2 − and CuO 2 2− , or hydroxyanions of copper, Cu(OH) 3 − and Cu(OH) 4 2− , are not considered. This is only for simplicity because the redox potentials of CuO/Cu 2 O and Cu 2 O/Cu redox pairs at pH 9 are important for the prediction of synthesized chemical species in the present system. For instance, the redox potentials of Cu 2 O and any Cu(II) ionic species in equilibrium are the same at a constant pressure, pH, and temperature in the presence of abundant solid CuO powder, resulting in the same redox potential of the Cu 2 O/Cu redox pair. The equilibrium activity of Cu 2+ aquo ion changes with pH and therefore, the potential-pH diagram is only valid at the constant pH considered. Fortunately, pH of the solution barely changes during the reaction in the www.intechopen.com Potential-pH Diagrams for Oxidation-State Control of Nanoparticles Synthesized via Chemical Reduction 231 present case, and it is possible to determine the most stable chemical species throughout the reaction by comparing the measured mixed potential to the vertical line of a constant pH (in this case, pH 9) in the potential-pH diagrams. In other words, the kind of chemical species synthesized can be controlled if the mixed potential is changed as expected. Fig. 3 . Potential-pH diagrams drawn at the equilibrium activities of Cu 2+ aquo ion at pH 9 and (a) 298, (b) 323, and (c) Table 2 . List of redox potentials calculated for partial reactions considered in this system. Activity of each chemical species is substituted by the actual molar concentration in the present reaction system, and specifically, activities of H 2 and NH 3 are both substituted by 10 −6 to obtain reference values.
Potential-pH diagrams for Cu and Cu 2 O nanoparticles formation system

How to control the mixed potential?
As described in the section 3.1, the mixed potential is determined by the balance of each partial current. Therefore, the mixed potential is altered when the redox potential of each partial reaction is changed. The redox potential E T at a temperature T and 1 atm is calculated using the Nernst equation (equation 18). Table 2 shows calculated results of the redox potentials of all the partial reactions considered. Activity of each chemical in the reaction quotient is substituted by the same value as the actual molar concentration of the chemical in the present reaction system, and specifically, both activities of H 2 and NH 3 , which cannot be determined exactly, are substituted by 10 −6 to obtain referential values. As shown in Table 2 , all the redox potentials shift to the negative direction with increasing both pH and temperature, which can result in a negative shift of the mixed potential. Even the redox potentials of reactions 3 and 4 shift to the negative direction with increasing pH; the former is normally constant with pH and the latter increases with the increase in pH at a constant activity of Cu(II) ions. This is because the equilibrium activity of Cu 2+ aquo ion decreases with increasing pH under the coexistence of abundant solid CuO in equilibrium, which brings about the negative shift of the redox potentials of reactions 3 and 4. Thus, possibly the mixed potential is shifted to the negative direction with increasing pH and temperature because the redox potentials of all the partial reactions shift to the negative direction. Consequently, factors to change the mixed potential are pH and temperature, which are easily controllable.
Experimental confirmation
Is it actually possible to control oxidation state of nanoparticles by controlling the mixed potential? This query was substantiated through the following experimental procedure.
Procedure
Reaction solutions were prepared using cupric oxide (CuO) (Kanto Chemical, Inc.), sodium hydroxide (NaOH), hydrazine monohydrate (N 2 H 4 ·H 2 O) (Nacalai Tesque, Inc.), and gelatin (Jellice Co. Ltd., P459) as received. All chemicals except for gelatin were of reagent grade. Gelatin was added as a dispersing agent to avoid agglomeration and for the suppression of particle growth. Gelatin blocked oxygen and was also effective in preventing the oxidation of the resulted nanoparticles. Reactions were conducted in a Pyrex beaker 250 cm 3 in capacity by the following procedure. First, a CuO colloidal aqueous suspension was prepared by dispersing 0.060 moles of CuO particles in 42.0 cm 3 of distilled water using ultrasound. Next, 18.0 cm 3 of 10 wt % gelatin aqueous solution was added into the solution as a dispersing agent. The initial pH of the mixed solution was adjusted to the reaction pH (9.0-12.0) at 298 K by 1.0 mol dm −3 sodium hydroxide aqueous solution with a pH meter (Horiba, Ltd., D-21). The temperature of the solution was kept at the reaction temperature (298-353 K) in a water bath with nitrogen gas bubbling (50 cm 3 min −1 ), which started 30 min before the reaction and lasted throughout the reaction to eliminate the effect of dissolved oxygen. The solution was agitated at a rate of 500 rpm with a magnetic stirring unit. Then, 42.0 cm 3 of 1.43 mol dm −3 hydrazine aqueous solution was added to 18.0 cm 3 of 10 wt % gelatin aqueous solution, and this solution was kept at the reaction temperature (298-353 K) with nitrogen gas bubbling (50 cm 3 min −1 ) for 30 min. The initial pH of the hydrazine solution was adjusted to the reaction pH (9.0-12.0) by 1.0 mol dm −3 sodium hydroxide aqueous solution at 298 K. Next, the hydrazine solution was added to the CuO aqueous suspension as a reducing agent to start the reaction. The total amount of the reaction suspension was 120.0 cm 3 , and thus the reaction suspension was 0.50 mol dm −3 hydrazine aqueous solution with 0.50 mol dm −3 dispersed CuO. Gelatin was not added in the reaction suspension at 298 K because gelatin became a gel at 298 K, inhibiting the reaction. The crystalline structure of precipitates was investigated by X-ray diffraction (XRD: MAC Science Co., Ltd., M03XHF22) using a molybdenum X-ray tube. The morphology of precipitates was observed using a field-emission scanning electron microscope (JEOL Ltd., JSM-6500F). The immersion potential of Au-sputtered round quartz-crystal substrates 5.0 mm diameter was measured during several experimental runs by a potentiostat/ galvanostat (Hokuto Denko Co., Ltd., HA-151), and it was assumed that the measured immersion potential was almost the same as the mixed potential in reaction suspension in this system. A Ag/AgCl electrode (Horiba, Ltd., 2565A-10T) was used as a reference electrode, and the internal liquid, 3.33 mol dm −3 KCl aqueous solution, was replaced for each experimental run. The measured potential was converted to values vs. SHE using the following empirical equation given by Horiba, Ltd. The potential of the reference electrode could be expressed as a function of temperature T (K) as E (mV) vs. SHE = +206 − 0.7(T -298).
Results
In the present method, pH of the reaction suspension is initially adjusted at 298 K, and actual pH at reaction temperatures differs from the adjusted value. This is ascribable to the change in the ionic product for water,
for example, the value of K w (mol 2 dm −6 ) is 1.008 x 10 −14 at 298.15 K and 5.476 x 10 −14 at 323.15 K. Figure 4 shows the change with temperature in pH, which is initially adjusted to 9.0 at 298 K. pH linearly decreases with increasing temperature, and the values are 9.0 at 298 K, 8.5 at 323 K, and 7.6 at 353 K. Figure 5 shows the change in the mixed potential during the reaction for 2 h. At the same temperature of 323 K, the mixed potential at pH 10.4 ( Fig. 5d ) is lower than that at pH 8.5 (Fig. 5b) . This agrees well with the discussion in the previous theory section. Fig. 4 . Change in pH of the reaction suspension with temperature; pH of the reaction suspension was initially adjusted to 9.0 at 298 K. Moreover, the mixed potential shifts to the negative direction with increasing temperature although pH slightly decreases, indicating that the mixed potential can be lowered just by increasing temperature without fixing pH. By comparing the mixed potential and the potential-pH diagrams shown in Fig. 6 , the mixed potential was in the stability region of Cu 2 O both at pH 9.0, 298 K (Fig. 6a) and pH 8.5, 323 K (Fig. 6b) , whereas the mixed potential was in the stability region of metal Cu at pH 7.6, 353 K (Fig. 6c) . Figure 7 shows the change with time in XRD patterns of precipitates during the reaction for 2 h. CuO powder was reduced to Cu 2 O after 1 h at pH 9.0, 298 K although slight Cu peaks are recognized in the XRD pattern taken at 2 h. At pH 7.6, 353 K, CuO powder was completely reduced to metal Cu after 0.5 h. These results are almost consistent with the result that the mixed potentials measured at pH 7.6, 353 K and pH 9.0, 298 K were always in the stability region of Cu and Cu 2 O, respectively. In contrast, at pH 8.5, 323 K, all CuO powder was reduced to Cu 2 O after 0.5 h and then the resulting Cu 2 O was gradually reduced to Cu metal. This is not consistent with the measurement result of the mixed potential. By carefully observing the change in the mixed potential at pH 8.5, 323 K, the initial mixed potential is −0.045 V vs. SHE and in the stability region of Cu 2 O, and the mixed potential gradually decreases to −0.072 V with reaction time, which is just beside the calculated redox potential of Cu 2 O/Cu, −0.077 V vs. SHE; i.e., as CuO is reduced to Cu 2 O, the mixed potential approaches the redox potential of Cu 2 O/Cu redox pair, where Cu 2 O and Cu coexist. Nevertheless, the mixed potential is 5 mV higher than the calculated redox potential of Cu 2 O/Cu and it is difficult to adequately elaborate on the result that the deposition of Cu completely proceeded after 2 h. Here, pH of the solution tends to slightly decrease during the reaction, although ideally, pH would not be changed by taking into account the overall reaction in the present reaction system. For example, pH actually decreased from 8.5 to approximately 8 at 323 K, resulting in a slight increase in the redox potential of a Cu 2 O/Cu redox pair. The extra pH change is caused by the decrease in the equilibrium concentration of protonated hydrazine N 2 H 5 + due to the decrease in the total amount of hydrazine species by decomposition or oxidization during the reaction. Furthermore, there can be a slight difference between the mixed potential measured using Au electrode and the actual mixed potential in the reaction suspension. Therefore, the actual mixed potential is slightly lower than the redox potential of the Cu 2 O/Cu redox pair. Nonetheless, a Au electrode is preferable for the measurement of the mixed potential in this reaction system because a Au electrode does not have intense catalytic activity for a specific partial reaction possible in the reaction system, and the effect of the immersion of the Au substrate is extremely low (Iacovangelo, 1991; Iacovangelo & Zarnoch, 1991) . The scanning electron microscopy (SEM) images of the precipitates obtained by the reaction are shown in Fig. 8 . Relatively large Cu 2 O particles with an average diameter of 475 nm are observed in the precipitates obtained after 2 h at pH 9.0, 298 K. These large particles are attributable to the absence of a dispersing agent, gelatin. At pH 8.5, 323 K, Cu 2 O particles with an average diameter of 97 nm are observed after 0.5 h and Cu particles with an average diameter of 82 nm are observed after 2 h. Cu particles with an average diameter of 55 nm are observed after 2 h at 353 K. As above, the mean particle size is decreased with the increase in temperature because nucleation site increases with the increase in temperature and an inordinate number of nucleation sites at high temperatures leads to the absence of reactant ions (Cu(II) or Cu(I) ions) for the growth. 
Conclusions
Mixed potential is the most effective indicator of solution circumstances, indicating the most stable chemical species in the reaction solution, i.e., thermodynamic considerations in conjunction with monitoring of mixed potential is useful for the in situ prediction of "what chemical species will be synthesized." Solution pH and temperature are the factors which affect the mixed potential, and thus, the most stable chemical species can be changed by pH and temperature. Specifically in this system, the mixed potential decreases with the increase both in pH and temperature. Using this concept, the selective synthesis of Cu and Cu 2 O nanoparticles was demonstrated. This concept is also effective in other reaction systems where thermodynamic data are available. Furthermore in another journal (Yagi et al, 2010) , the authors also reported that this concept can be widely applied and helps us to thermodynamically consider even those systems where insufficient or no thermodynamic data are available by experimentally measuring the redox potential with voltammetry combined with quartz crystal microbalance.
